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nITRO'DUCTION 
The work cl one on ferric sr:rr:1onium citrate was brought 
about through an interest in its uses as s. sensitizer in the 
bluepri nt fi eld • This com~.'ound is used to give a greenish 
tint to the blueprints. 
The principle of the blueprint is very simple. 
Herschel fcunc' that certe.in salts of iron-the ferric salts-
when exposed to light in the presence of orge.ni.c matter" 
were reduced to ferrous salts, and therehJ.X hecame powerful 
reducers of other metallic salts which were unaffected by 
the uns.ltere": ferric salts. A paper sensitized 1,'[i th 
ferri c ar.:T'oniurr citrate and exposed _ to S'.1nliCht un(~er 9. 
=cof~ative will be affected only ,vhere the negative :is more 
or less trar1s?p.rent. The light will reach this rart and 
reduce the ferric salt. The ~aper is then dipped :in a 
rotasshm ferricyanide solution and the part that was ex-
posec ree.cts quickly to form a deep Llso14tle blue piGment. 
The uneXDO;: ed ferric salts are unaffected and can be washed 
away. (22) 
Ferric anrrnonium citrate hes also ned:cinal pur"90ses. 
The crc,inary soluble ferri salts rrecipi tate :orotdns readily 
and are t~erefore styptic, astrir'gent, and even corrosive. (20) 
This se.It in contrast (ferr:'c ftr';lr.ol"ciurr.. citrate) is a rL3asant 
chalybeate beinc [r 8.cti ca lly free from nstrigency or lcc al 
irri tant acti on. (25) It also may be arrli8c1 to ulcers 
I~ 
vmere it precipitates the proteins and checks oozing and 
hemorrhages. Ferric aT:unonium c i _ trate is also used to treat 
f).nema. It tends to brin€:" ab0ut an increase in the mun-
ber of circ'.ll{<ting red blood cells or an increase in their 
hemo-globin content. Ben-::fits from its use in malaria" 
amenorrhea and consumption is probably linked up with the 
association of anemie_ vrith these conditions. (4) 
This research is on the oxidation potentials of 
ferric ai":J!!l0Iuum -.':'.. trate and the effect of certain conditions 
on these potentials. The sugGestion for this type of 
work came v'hen it was noticed in a blueprinting establish-
ment the.t there were no controls for the various solutions 
and only rule of thumb methods prevailed. This was not 
a research in blueprinting. It '!'las I however I a study in 
a field closely related to the problems of the blueprinting 
field. 
2. 
CALIBRATION OF APPARATUS & THEORY INVOLVED 
The a~pe.ratus used in this VJork which was more or 
less vita.l to the correctness of the results was (1) set 
of weights - chromi~~ plated~ class S; (2) 50 cubic centi-
meter burette; (3) potentiometer and saturated calomel' 
electrode; (4) Class Electrode. 
ThE wei''':lts were calibrated with a one gram gold-IJlated ..., 
weight, which had been previously calibrated by the Bureau 
of Standards. As the set of weights used were Class S~ 
tMs set was designed for high grade analytical and assay 
weights ~ thus the tolerances were 8,S follows z 
(:May be either 
Denomination Tolerance positive or 
negative.) 
50 g. 0.3 mg. 
20 g. 0.2 Ing. 
10 g. 0.15 mg. 
5 g. 0.15 mg. 
2 g. ,0.10 mg. 
1 g. 0.10 mg. 
500 mg. 0.05 mg. 
200 mg. 0.05 mg. 
100 mg. 0.05 mg. 
50 mg. 0.03 mg. 
20 mg. 0.03 mg. 
10 mg. 0.02 mg. 
---------------------------~ ......... _-
1-- -
Denomination (cont'd) 
5 mg. 
2 rng. 
1 mg. 
Tolerance 
0.02 mg. 
0.01 mg. 
(con'd) 
0.01 mg. (17) 
The method used to check these weights was somewhat 
similar to that sugCested by Richards in the Journal of Ameri-
can Chemical Society. vol. 22, pp. 44 (1900). Instead of a 
the gram weight. hovv€ver. the one cram Bureau of Standard's 
weight was used. This method gave the following valuesl 
Denominati on Value 
50 g. 50.0000 g. 
20 g. 20.0001 g. 
10 g. 10.0000 g. 
10 g. 10.0001 g. 
5 e. 4.9~98 g. 
2 g. (dot) 2.0000 g. 
2 g. 2.0000 g. 
1 g. 
500 mg. 
200 mg. 
100 mg. 
100 mg. 
50 mg. 
1.0000 g. 
0.5000 g. 
0.2000 g. 
0.1000 g. 
0.1000 g. 
0.0500 g. 
Deviation 
0.0 mg. 
0.1 mg. 
0.0 mg. 
0.1 mg. 
0.2 mg. 
0.0 mg. 
0.0 mg. 
0.0 mg. 
0.0 mg. 
0.0. mg 
0.0 mg. 
0.0 mg. 
0.0 mg. 
Allowed Tolerance 
0.3 mg. 
0.2 In.g. 
0.15 mg. 
0.15 mg. 
0.15 mg. 
0.10 mg. 
0.10 mg. 
0.10 mg. 
0.05 mg. 
0.05 mg. 
0.03 mg. 
0.03 mg. 
0.03 mg. 
4. 
-...,. ........ 
5. 
I-
Denomination Value Deviation Allowed Tolerance 
20 mg. 0.0200 g. 0.0 mg. 0.03 mg. 
10 mg. 0.0100 g. 0.0 mg. 0.02 mg. 
10 mg. 0.0100 g. 0.0 mg. 0.02 mg. 
5 mg. 0.0050 g. 0.0 mg. 0.02 mg. 
2 mg. 0.0020 g. 0.0 mg. 0.01 mg. 
2 mg. 0.0020 g. 0.0 rug 0.01 mg. (17) 
These weights ~re, therefore, with one exception 
within the required accuracy at read values for ane.lytical 
work. Nevertheless the calibrated value was used in all 
work. 
The burette used was calibrated against a burette 
arproved by the Bureau of Standards. As the water was the 
same temperature in both the burette being calibrated and the 
Bureau of Standards' burette, no provisions were necessary to 
take care of the exransion of water caused by heat. 
Standard Calibrated Burette 
First Readin~ Second Readin~ First Reading Second Readin~ 
o - c.c. 50 c.c. (50 mI.) 0.1 c.c. 50 c.c. (49.9 o.c.) 
0 c.c. 40 c.c. (39.99 m!.) 10.1 c.c. 50 c.c. (39.9 c.c. ) 
0 c.c. 30 c.c. (29.98 ml.) 20.1 c.c. 50 c.c. (29.9 c.c.) 
0 c.c. 20 c.c. (20.01 ml.) 30.0 c.o. 50 c.c. (20 c.c.) 
0 
f 
c.c. 10 c.c. (10.00 mI.) 40.0 c.c. 50 c.c. (10 c.c.) 
50 c.c. 39.95 c.c.(10.05 c.c.) 0 c.c. 10 c.c. (10 c.c.) 
r 
1-·-
6. 
" Standard (con't) Calibrated Burette (con't) , 
First Reading Second Reading First Reading Second Reading 
39.95 c.c. 29.98 c.c. (9.97c.c.) 10 c.c. 20 c.c. (10 c.c.) 
29.98 c.c. 19.95 c.c.~(10.03 c.c. ) 20. c.c. 30 c .c. (10 c.c. ) 
19.95 c.c. 10.00 c.c. (9.95 c.c.) 30 c.c. 40 c.c. (10 c.c .) 
10.00 c.c. 0.00 c.c.(10.00 c.c.) 40. c.c. 50 c.c. (10 c.c.) 
In all work with the burette that required accuracy, the 
known value was used rather than the face value. Thus in all 
titrations the known rather than that of the face value was used 
while in such work as making up solutions, the face value was 
used. There was one exception to this-in making up the ferric 
armnonium. citrate B.ccurate measuring was used both in regards to 
weight of material used and as to the amount of liquid in the 
solution. This was necessary for there was no practical 
method at hand to compute its oxidizing normality. 
The potemionmeter used Was made by Leeds and Northrup 
Com~any. It was used in conjunction with a saturated Calomel 
cell. The principle of the potentiometer is reasonably simple. 
The method used was that of Poggendorff. (23) 
7. 
POTEN'rIOMETER 
c 
K. 
~------~------~-o 
---0 
• 
A. j---~--~----------~--~~------- f3 0' 
(23) 
. It is probably the simplest and most accurate in cases 
where the cell is too easily polarized to allow taking direct 
readings. 
8. 
This r.1ethod depends Ll_ron bd:mcin- the urJm01m I\i;ainst 
a l:nown elec-cror:lotive force. It is illustrated in the figure 
on the F'oceedinc pa:..;e. AB reprosents a wire stretched on a 
meter soalo, D- an ~pproximato ~7NO volt dry oell" C- tho cell 
to be mel'tsured" D- a calvanometer, and. I~ a key. The: two cells 
;rmst be connected so as to op[ose e8c}:: othor, thou{:h both 1:18cative 
poles could be connected to A. The mcnsclrenent c01:13i sts in flnd-
in~: the rosi tion on the ~)rid;'e of the slidin: crntact D "':fhere there 
is 110 deflection of the galvanometer ,.,-hen the key is closed. Then 
!' if tho wire i3 of uniform resistc_nce throu[hout .. tho o~'rc_cticnal 
part of the wire AD/AB is thn.t part of the electromotive Coroe of' 
'! tl,at equals Jd'le eleotronoti va force of C; that is - ADjfl.B times 
-l;llG electroY:1oti ve force of -v equals tl1e electroIlloti ve force of 
c. (23) These operations, l:onever, arc carried on by a 
pctentiorr'coter of :nori3 convenient desiSn, but its functions are 
not as easily illustrr:d;ed. Tho slide wire oC' the illustra.ted 
ficure, AB is arranced as a circ"l:lar ooil en,: j) re::,ains sta.tionary. 
Rotation of the coil then changes the aistance AD. To extend the 
raTl',e of' -:~he rc:sistance and to facilitnte rcadin::;, there are tvro 
sets of coils in series. The r8sist~nce of one o~ the coils is 
equal -GO cno diyision of the other ~.nd is itself divided into 
1000 equal r;arts. By movjn;' c:ntacts in tv;o coils, it is r;ossilile to pick 
I 
I 
I r 
off part of this resistance (corresponding to AD of the figure) 
and balance the corresponding fall of potential against either 
the st£l.:ndard cell C' or the unknown voltage E using the galvan-
ometer. A double-pole, double-throw switch facilitates the 
shifting from the standard cell to the cell which is to be 
measured. (7) V is not a standard cell, but only one 
which should remain constant during the measurement. In 
order to eet a comparison with a standard cell, C', a new 
balance is found at D'. Then AD:.AD' = e .m. f. of C :: 
e.m.f.ofc'. (23) , 
The sts.ndard cell that was used in the potentiometer 
used in this work was a Weston Cell which had an approximate 
value of 1.0183v. The equation representing the true value 
from zero degrees to forty degrees is - E = 1.0183 0.00004075 
(t - 20) - 0.000000944 (t - 20)2 0.0000000098 (t - 20)3 (1) 
This oell consists ofa 
10-15% Cd amalgam 
CdS 04 
satd. 
CdS0
4 
paste 
Holn. 
Hg;S04 Paste 
satd. Boln. 
Hg2S04 
Hg 
The above equation shows that the temperature coefficient of 
the electrcIrotiv6 force of the Weston cell for most practical 
purposes is zero. For this reason and also because of its 
constancy, this cell is the most widely used standard in 
electromotive force measurements. The effects of aging are 
small and amount to but a few microvolts per year. (5) 
- --
-,~- ."-..• ~.-- .. ~. ~,"", 
lO. 
!' 
In order to measure the potential difference at a 
metal-solution junction, it was necessary to have another 
metal solution junction or I1half-element l1 of known potential 
difference. Such metal solution junctions are termed stan-
dard electrodes. (5) Usually either a normal or deci-nor-
mal calomel electrode is used, if one is using this type of 
cell. However. it was found more c,onvenient to use the 
saturated potassium chloride-calomel cell. In this res~arch, 
this cell seemed to be more easily duplicable and thus aided in 
the accuracy of the research. It was necessary to prepare an 
entirely new cell, as adding just saturated potassium chloride 
to an old already prepared cell, ~ives questionable accuracy. 
One investigator (6) noticed that the value of the cell was 
\: not appreciably changed by just adding fresh potassium chloride. 
lIe found that it was necessary to also add fresh calomel and 
mercury to the cell. One case w&.s cited as an illustration: 
13..0.1 M calomel cell B6 was employed in combination 6 and gave 
an observed value for the combination at twenty-five degrees 
of 0.3934 volt (theory· 0.4016 volt.) When the potassium 
chloride solution in the cell had been replaced by some fresh 
solution. the value of the combination was 0.3935 volt. The 
entire contents of the cell were then removed, the cell thorough-
ly cleaned and prepared again with all fresh materials. The 
resulting value of the combination was 0.4015. (6) This 
, 
; 
r 
f 
would seom to indicate th::t whenever n new cell is prepared, 
[ill entire chan::;e of naterials must be effected if accurate 
v01ues are desired. These same investisators after inten-
si ve study C8..-no to thG conclusion tha-t the saturated potas-
sium chloride-calomel cell is the best cell for use in con-
junction vii th a saturated salt bridee, because it he.s a very 
small temperature coefficient, is easily reproducible, can 
safely be used at temiJeratures from 5 degrees to 600 , and can 
be reliod upon for its constancy of value over long periods 
of time. (6) Since for this tyre of 'worl: it was neces-
sary to use a saturated potassiuJl1 chloride-acar bridge, the 
saturated potassium chloride-calomel colI was the logical 
one to use. 
The Beckman pH :t:Ieter or class electrode 71'aS used in 
this work to determine tho degree of acidity or alb.1ini ty of 
the solution under observation. This type vms used for several 
reasons - the first Gnd principal one beint: that fl. glass elec-
trode is not poisoned by a strong oxidizinc solution as in the 
hydrogen electrode. Ono invosti:;ator (14) in plottin,s the 
chance of electromotive force durinL: the titration of sulfuric 
acid and sodium hydroxide, found that this titration follovred 
the course o::~ A similar titration using tho hydrogen and quin-
hydrone electrodes even upon the addition of potassium 
permanganate to the sulfuric acid. This observation 
sho-:red that the glass electrode responded only to chane;es 
11. 
I. 
I 
I' 
12. 
in the hydrogen-ion concentration and is not influenced Qy 
the powerful oxidation potential produced by the presence of 
potassium permancanate. (14) The second reason is· tl;at 
the major portion of the solution runs from a pH of 2-8. Thus the 
glass electrode vias pre.qtical for the ef!'ects of alkaline solutions 
in increasing the divergence between the electromotive forcles of 
the slass and of the H2/Pt begins to be noticeable at about a 
pl.T 
"" of 9; i.e. at the point where the buffer action of sodium 
hydro[en silicate in thlJ p:less would begin to resist the action 
of alkaline solutions less effectively. since the ar:arent first 
dissociation constant of sulfurous acid is about 10-9• (11) The 
rapidly increa,shJg di'Terge,lCe between the two electromotive forces 
in the rreEence of sodium e.nd li thiurn ions begins about at a t H13~ 
and the ap~arent second dissociation constant of ~Si03 is 10-13 • 
(11) Beyond this pH it i probable that the surface of the 
glass is attacked with increasinf rapidity as the solution be-
comes more alkaline. (12) Ibe Beckman pH meter carries with 
it a ~'raph (with explanation on how to use it) that one uses to 
calculate pIT's greater than 9. Therefore, it is pos~i ble to 
use the elass electrode for S oluti ons with greater alkalinity 
than 9. However, it is the opinion of this investigator that 
for alka1ine~ non-oxidizinc solutions, the hydrogen electrode 
is far more efficient. Another e.dvan4;ae;e of the gls,ss eIec-
trode is its extreme handiness and convenience of use. 
r 
(12 ) 
The class electrode has been just recent1Y,Il"ntro-
duced although its basic pri 1:lc1ple that the potential dif-
ference between two solutions separated by a glass depends 
on the hydrc~en-ion conr.entrations of the solution has been 
known for quite ::lome time. (10) 
Normal Calomel 
Electrode 
Solution 
H. conon. 
I n a ce 11 0';: this type:' 
Colution 
H oonO'1. 
Normal 
e_ c
2 
Cal orne 1 
Electrode 
the potentials of the two oalomel electrodes cancel one 
ex,cther ~nd thE': electromotive force of the cells is equal to 
the potential difference at the glass me~hr~ne~ a. Prcvjc~0 
there is no potential in this membrane. 
E = RT/F In. 
If either cl or c2 
is known the other can be calcula-
ted. However ~ O'wing to differences in the stlrfaoe of the 
glass m6mbre.ne~ a small cor~'ecticn mus·t:; be arplied for "asyme-
try potential" due to the glass. This correction can be 
£'Gcertained by determinine the electromotive force of the 
cell when the hydroEen-ion concentration of both are knovm 
or equal. (5) 
13. 
14. 
THEORY 
Accordinr; to modern ideas, oxidation occurs, not 
only '.'Then oxysen is added to a substfmce, but o.lso YIhenever 
. ale 
electrons or negative charges/ wi thdra¥m fror:1., its molecules, 
atoms or ions. Similarly, reduction consists in the addi-
tion of electrons to, or withdra'.'T8.1 of positive electricity 
from the molecules, atoms or ions of a substance. (5) 
In order that a relation may be obtained bet'. .... een the 
electromotive force of oxidation-reduction cells and the ten-
.. dency of the conl')onents to pnss fron a lovrer to a hieher state 
of oxidation (oxidation), or fron a hiGher to a lower state of 
oxidation (reduction) let us consider the cell, 
Fe + .. 
Pt - He· 
Fe 14 
The reaction which takes place in this cell may be represented 
+. 
by the equation: 
2 = 
the direction of the reaction depended upon the relative con-
,~entration of the reactinG substances. 
r The equilibrium C(;TIsta..'1.t of the fore[oinc reaction is-
K = ) 
where the subscript, e, denotes the equilibrium c:~ncentre.ctions. 
t In accordo.nce vrith tho equation for the maximum 1':ork (a) that may 
.... 
'-
;-
• 0 
,J. 
.1' 
be obtained from a reversible reaction; 
RTlnK' - RTln (Fe + t )2 (IJ:g H ) / (Fe+ Ho )2 (Eg
Z
) A --
Further since the concentration of the IN")!"C'ury and the '1'Sl"'C'.lr-
ous ions are ccnstant, we may writ.e: 
E 
where 
K 
Setting 
E 
--
--
RT/2F InK' - RT/Fln.(Fe tt ) / (Fe HI"" ) 
(Fe H- )2 / (Fe ;++- ), 
RT/2F InK = Eo we obtain: 
Eo - RT/nF In. (Fe+-r) / (Fern). 
For any cell, 
M' normal hydrogen electrode 
pt or 
ncrI!"'Al calomel electrode, 
above equat) on may bel:'ri tten in the general form: 
• - RT/nF In • 
Where E(cOc') is the electrorrotive force rroduced by the r:hange 
of the ions from a higher state of oxidation (;v:') to e. ~_ower 
state of ox:i.dation (Mo); cO and c' are the ionic concentrations 
in the lower and higher state of oxidation; EO is the electromo-
15. 
tive force of the cell when CO is equal to c' and "n" is the dif-
ference of the ions. This electromoti va force E is called the 
oxidation ~ot~ntial and Eo ~s termed the normal oxidation poten-
tial of the eledrc·de Pt (5) 
The values of Eo are cP,lGulatt'o en the assumption -
approximate at 1Jest - that the ratio of the concentrations of 
1 -
16. 
the ferric and ferrous ions are equal to the concentrations of 
the rGsp8ctive salts. Ih}. s method of obtaining date was used 
by Peters' (16), Carters and Clews (2), T. J. Glovers' (9), and 
'.- others. 
Since all oxidation notenti8.ls are expres:~ed on the 
~e.sis that the tendoncy of hydrogen to pt:uos from the ionic to 
the atomic is zero, when in contact with a solution which is 
normal v;ith respect to hydrogen ions, the electrcmotive force 
has been reduced to the hydrogen value. Thus the value re-
pressntiq, the oxidation potential, E, is referred to that of 
hydrOGen in contact with a normal solution of its ions at zero. 
From the value of E thus obtained, the value of the 
normal oxidation potential Eo' may be calculated from the 
eguationa 
E • ~o - RT/nF In. (5) 
F 
.. 
17. 
EXPERIMENTAL 
This research is an attempt to find the effect of 
various conditions on the ferri-ferro potential of ferrous 
el.lmnonium sulphate a..>'ld ferric ammoniu::l citrate with a buffer 
potassium oxalate. Various other experimenters (2) (13) 
(3) (15) have measured the affect of acid, base, te!l'rera ture, 
L 
and concentrations on the ferri-ferro potential itself, but 
(18) 
with one exception in the literature, nene have attempted to 
measure these effects on a buffered ferri-ferro potential. 
In t~is one exception oxidation and reduction buffere were 
used and it was foun(~ that the potential readincs varied from 
0.64 - 0.10 volts. (It was found in the present set of 
experiments the ve.riati ons in potential were from 0.5423 to 
.. 0.015.) The effects of adced amounts of acid (H2S04) and 
bases (NaOH) were likewise studied. 
F 


EXPl!:RIMENT NO. 1 
The buffer potassium oxalate was run against the 
" ferro" solution to check the effect of the buf fer with just 
one of the comFonents of the "ferri - ferro" potential . It 
was found that the addition of only 3 . 3 milliliters of fer-
rous ammonium sulphate caused a loss of 0 . 3935 V. in the 
solution. After this loss of oxidation potential in the 
soluti on" there was only a loss of 0 . 044 v . caused by the 
addition of 46 . 7 milliliters of ferrous ammonium sulphate . 
This showeda rather decided break in potential B.S may be 
seen on Figure No . 1 on the preceedin~ page . 
The potassium oxalate solution (IN .)was slightly 
alkaline having a pH of 8 . 7, however, the addition of fer-
rous armonium sulphate gradually changed the pH towards the 
acid side . The steady downward progression of pH showeda 
curve simi lar to that of Figure no . 1 . 
Table No . 1 
Fe (NH4)2 (804 ) 2 K2CZ04 c . c . c . c . E 
o 25 . 00 0. 4460 
0 . 5 25 . 00 0 . 4205 
1. 0 25 . 00 0 . 4054 
c . c . c . c . E 
pH 
8 . 7 
8 . 7 
8. 6 
pH 
20. 
21. 
1. 5 25 .00 0 . 3620 8 . 5 
2 . 0 25 . 00 0 . 3240 8 . 45 
2. 5 25 .• 00 0 . 2625 
2 . 6 25 . 00 0 . 2220 
2 . 7 25 . 00 0 . 1920 
~-
2 . 8 26 .00 0 . 1485 
2. 9 25 . 00 0 . 1240 
3 . 0 25 . 00 0 . 1170 8 . 40 
3 . 1 25 . 00 0 . 0750 
I 
I 3. 2 25 . 00 0 . 0610 
3 . 3 25 . 00 0 . 0525 
3 . 4 25 . 00 0 . 0410 
3 . 5 25 .00 0 . 0410 8. 36 
4 . 0 25 .00 0 . 0360 8 . 29 
4 . 5 25 .00 0 . 0315 8 . 28 
5 . 0 25 . 00 0 . 0315 8 . 28 
6 .0 25 . 00 0 . 0265 8 .12 
7 . 0 25 . 00 0 . 0230 8 .10 
8 . 0 25 . 00 0 . 0185 8 . 05 
10 . 0 25 . 00 0.0163 8 . 00 
12 .0 25 .00 0 . 0163 
(Fe (NH4 ) (S04)) (K2C20~ E pH 
c . c . 
15 . 0 25 . 00 0 .0116 7 . 55 
20 . 0 25 . 00 0 . 00'85 6 . 89 
25 .0 25 .00 0 . 0085 6 . 60 
22. 
~ .. 
30.0 25.00 0.0085 6.41 
) 
35.0 25.00 0.0085 6.10 
40.0 25.00 0.0085 6.10 .... 
r 45.0 25.00 0.0085 5.90 
50.0 25.00 0.0085 5.80 
j, 
;' 
;-
.. ,. 
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EXPERIMENT NOS. 2 & :3 
The next ster in the problem was to find the effect 
on the buffer upon the other mcmhsr of the "ferri-ferro" potentjRl. 
30 milliliters of potassium oxalatelas [radually added to 25 mil-
liliters of ferric arrmonium citrate and a reading was taken appro-
ximate1y every cubic centimeter. There was no rapid drop in the 
oxidation potentinl end also there was no tapering off, just a 
steady drop in the potential throughout the whole run. 
The addition of :3 ~tlliliters of dilute sulfuric acid 
and then again the addition of potassium oxalate raised the 
oxidation potential approximately 0.05 v., but affected little 
the change in potential upon the addition of potassium oxalate. 
The loss in potential in Experiment No. 2 was 0.1438 
Dnd the loss in Experiment No. :3 was 0.1385 ca~sed by the addi-
tion of 30 cubic centimeters of the buffer potassium oxalate. 
This~ a great deal less than the buffer affected the ferro 
solution, indicatine; that the ferric ion is less activated 
by the buffer. 
A curve vms then drawn plotting the pH of the afore-
menticned runs against the oxidation potentials. The first 
run potassium oxalate ae;ainst ferric arrmoniurr citrate showed 
almost a straight line of increasing alkalinity. 
The addition of the acid, h~lever, ruined the steady 
progression toward alkalinity and graph ];Jo. 6 did not show 
as steady a line as the first. 
[. 28. 
! ~, 
-~ TABLE NO.2 
t 
.r 
~ .. (K2C204 ) (-Fe (NH4) 3 (CsH507)3 -) 
.; 
e.e. e.e. E pH 
°.0 25.00 0.6573 4.55 
.. 0, 
r- 0.5 25.00 0.6532 
r (K2C204 ) (-Fe (NH4)3 (C6B507)J 
e.e. c.e • E pH 
.... 
1.0 25.00 
J, 
0.6385 5.0 
> 1.5 25.00 0.6326 
2.0 25.00 0.6261 5.2 
" 
3.0 25.00 0.6131 
} 4.0 25.00 0.6064 5.6 
~ 5.0 25.00 0.5985 
6.0 25.00 0.5895 5.8 
; .. 
"" 
7.0 25.00 0.5829 
! 8.0 25.00 0.5786 6.01 
)-
9.0 25.00 0.5725 
... ' 
4' 10.0 25.00 0.5676 6.29 
" 11.0 25.00 0.5630 
? 
12.0 25.00 0.5615 6.30 
... .r 
13.0 25.00 0 0.5570 4-
• 14.0 25.00 0.5536 6.50 
., 
15.0 25.00 0.5510 
16.0 ....... 25.00 0.5480 6.69 
.. 18.0 25.00 0.5415 
~ 
20.0 25.00 0.5363 6.85 
~ : 
25. 0 25.00 0.5240 7.10 --
,J. 30.0 25.00 0.5135 7.35 
. " 
r 
,.>< 
29. 
;;.. 
TABLE NO.3 
( 3 c.c.'s of H2SO4 ) 
::. .. (K2C204 ) (-Fe(NH4)3(C6H507) -) 
.: c.c • c.c. E pH 
0.0 25.00 0.7175 2.6 
,. ' .. 
0.5 25.00 0.7175 
".. 
r-
1.0 25.00 0.7175 
2.0 25.00 0.7126 3.8 
2.5 25.00 0.7110 
.i. 
j.. 
3.0 25.00 0.7029 3.91 
4.0 25.00 0.6990 
5.0 25.00 0.6937 3.88 
}. 
6.0 25.00 0.6891 
7.0 25.00 0.6830 4.10 
8.0 25.00 0.6735 
J" 
~. 
9.0 25.00 0.6655 4.30 
, 10.0 25.00 0.6566 .. 
> 11.0 25.00 0.6465 4.58 
.... ' 
12.0 25.00 0.6480 
" 
". 13.0 25.00 0.6395 5.18 
;; 14.0 25.00 0.6336 
.. .r 
15.0 25.00 0.6240 5.15 
J 
... 16.0 25.00 0.6201 
, 17.0 25.00 0.6190 5.30 
18.0 25.00 0.6151 ..... 
,. 19.0 25.00 0.6063 5 .. 45 
.... 20.0 25.00 0.6048 
~ '" 
""" 
,. ,. 
~ 
[--
>'" 
;) 
. 
}. 
~ 
( 
,. 
-
-
.. 
J" 
;, 
; 
... r 
-
I" 
.l> 
(K2C204 ) 
c.c • 
21.0 
22.0 
23.0 
24.0 
25.0 
27.0 
30.0 
-. -~ ---- --~-.---~ ---- --------~------ --
30. 
(Fe (NH4 )3 (C6H507)3 ) 
c.c. E pH. 
25.00 0.6048 
25.00 0.6012 5.71 
25.00 0.5953 
25.00 0.5922 
25.00 0.5902 5.81 
25.00 0.5860 5.90 
25.00 0.5790 6.15 

r 
t . ,.< 
t 
I. r 
-. 
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32. 
EXPERI MElIT NO. 4 
In this run an attempt was made to find the effect 
of pH upon the oxidation potential of ferric ammonium citrate. 
It ccn be seen from graph No. 7 that as the pH increased the 
potential decreased in this compound. This . seemed 
to indicate the.t alkalinity tends to decrease the oxidizing 
power of these compounds. 
TABLE OF RUN 
(acid) 
H2S04 (dil.) (Fe(NH4 )3(C6H507)3 ) 
c.c. c.o. E pH 
0.0 25.00 0.6750 5.2 
0.5 25.00 0.6937 4.65 
1.5 25.00 0.7670 3.89 
2.0 25.00 0.7741 3.22 
2.5 25.00 0.7825 3.05 
3.0 25.00 0.7865 2.91 
4.0 25000 0.7950 2.71 
5.0 25.00 0.8020 2.61 
7.0 25.00 0.8090 2.45 
10.0 25.00 0.8140 2.31 
13.0 25.00 0.8205 2.18 
. 
16.0 25.00 0.8205 2.05 
21.0 25.00 0.8240 1.90 
31.0 25.00 0.8352 1.79 
"!I 
----~---~--~.~-~" -
I 
~$ 33 • 
. '
;" .. 
TABLE OF' RUN 
(basi c) 
0.9708 N. 
}- MaCH (Fe (TTH4) 3 (C 6!-I507) 3 ) 
-~ c.c. o.e. E pH 
.' 
0.0 24.85 0.6715 4.7 
!" .,. 
0.5 24.85 0.6715 4.63 
r ] .0 24.85 0.6666 4.7 
1.5 24.85 0.6586 4.8 
.. 
2.0 24.85 0.6465 4.9 
~ 2.5 24.85 0.6412 5.0 
3.0 24.85 0.6340 5.1 
4:.0 24.85 0.6210 5.34 
* 
5.0 24.85 0.5947 5.6 
6.0 24.85 0.5780 5.9 
7.0 24.85 0.5548 6.2 
.1' 
i- 8.0 24.85 0.5174 6.5 
-'" 9.0 24.85 0.1949 6.8 
J> 
9.5 24.85 0.4795 13.91 
... ' 
:e 9.9 24.85 0.4571 7.10 
. "" 11.0 24.85 0.4275 7.40 
:i 
13.0 24.85 0.3715 8.0 
- .' 
.:; 15.0 24.85 0.2890 8.39 
.. J 17.0 24.85 0.2310 8.60 
21.0 24.85 0.1877 8.78 
-> 25.0 24.85 0.1354 9.10 
"""'" 
,. r 30.0 24.85 0.1180 
:. ~ 
'41-
.) .-
.J 

35. 
EXPERIMENT NO. 5 
After obtaininG 1". curve upon the effect of' pH on the 
oxidation '!}otentials of ferric ulAEonium citrate, naturally, 
the next logical step v,as to find the effect of pI! on the "ferro" 
r'otentie 1. In order to obtain an idea 8S to how it would effect 
the buffered (oxidation buffer) "ferri-ferro" potential, this so-
lution was also buffered. 
As can be seen from the graph, there were tyro 
separate "breaks" unG two leveling off places. From a pH 
of 5.8 to one of 7.3, therevia;s littlt, or no change of poten-
tiel, however" B.n increese in pH from 7.35 to 9.35 caused a 
fall in potential of 0.2 v. This happens again as an in-
crease of pH frow 9.3 to 13.6 only causes a crop in potential 
of 0.042ij.~ While an increase of pH from 13.2 to 13.8 eeused 9 
crop of 0.072 ij. This curve also bore out relaticnships as-
cd. bed in nC'evi ous ranI". 
TABLE NO. 5. 
(25 e.c. K2C204) 
0.9708 ~r • 
NaOH Fe (NR4 ) 2 (804 ) 2 .. -. 
e.c. c.c. E pH 
.. 0.0 50.00 0.0095 5.8 
0.5 50.00 0.0093 6.91 
1.0 50.00 0.0093 
2.5 50.0C 0.0050 7.60 
0.9708 !J. 
Np.OH Fe (NI'14 ) 2 (S04) 2 
c.c. c.c. E. pH 
.~--~--~-.--- .-~--------.- .. ~ r - ....... 
! : 
,.t -10. 36. 
It, 
~ z 
3.0 50.00 -0.0250 7.70 
, 3.5 50.00 -0.0370 7.90 .-' 
- ,. 4.0 50.00 -0.0830 8.29 
4.5 50.00 -0.1120 8.75 
,", 5.0 50.00 -0.1540 8.91 
.. - 5.5 50.00 -0.18£10 9.35 
r 
5.0 50.00 -0.2080 10.20 
.; (;.5 50.00 -0.2255 13.10 
,.. . 7.0 50.00 -0.2255 13.30 
7.5 50.00 -0.2475 13.60 
... 
10.0 50.00 -0.3051 13.80 ... ' 
.... ' 
... '. 
,fl 

r 
t 
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EXFER IMENT NO. 6 
In this graph the potentials of ferric ammonium 
ci trate were :)lotterl a&inst trose of ferrous ammonium sul-
phat.o. From the gra.ph an a.rrroximete mean of 0.7235 v. 
"-
1 
1>Vas derived. This '\'I8,S off a bit from the potentia 1 g:i. ven 
in the critical table which is 0.7477. Hcwever, as the 
definite mean of this electrode has not been ascertained 
and as this research wes not with identical ions, this v:e.s 
~. 
not cons id ered to 0 far of f. 
TABLE NO.6 
Norrre.l 
Cxidati on 
Potenti al 
Absolute Referred -ro 
Ratio Observed p.d. of the the normal 
Fe+ H : FeH e.m.f. I Fe t ... Calone 1 
in % E Pt. Fe· • Electrode 
Electrode as Zero EO 
100:0.0 0.7240 1.2506 
5.19:94.81 0.7290 1.2566 0.8035 .... ' 
9.81:90.19 0.7290 1.2556 0.7859 
.... ' 24.61:75.39 0.7230 1.2496 0.7517 
35.23:64.77 0.7230 1.2496 0.7386 
37.404:62.56 0.7190 1.2456 0.7258 ... 60.36:39.64 0.7190 1.2456 0.7100 
I .... 
... 
. ) 


41. 
EXPERIMENT no. 7 
This was the first run in the final form. One 
milliliters of N. Potassium oxalate was used as an 
oxiciati on buffer. A decid ed break at the proporti on of 
73.ll 7/~ ferri to 26.89 10 ferro was !l otic ed which wou ld seem 
to indicate that the ocidation buffer was inef'fectual at this 
concentrati on. 
Another explanation that might f'l t this phenomena 
is that of T. J. Glover. Sine e the ratio fO/cxidant/fr 
reductant is not equal to the ratio (Fe H-r /Fer.,.) ferric 
ions dived ty ferrous work. The E val uea thus obht~ned 
have been tenne d "apparen til to eli stinquis h them from tile 
true value as r1efi ned by the thermodynamic method. The 
theory advanced Wast:hf' t the ferric and ferrous ions combine with 
[ other ions or undisassocis,ted substances to form complex fer-ric end ferrous ions, thus farming, a new oxidation-reduction 
system i!l \"hic h the complex ferric i on and the c an;-·1ex ferrous 
ion form the oxidant and reductant resp!3ctively. This system 
ms.y displace the original ferric-ferrous ion system either 
re.rtially or (if the complexes forrred dissociate to such a 
slight extent that only a relatively small proportion of 
ferrous-ferric ion is present) wholly. The em cu nt or co m-.. 
pes iti on d: thl3se co mplex iens may va!' y wi th tre condit ion of 
the systerr., and so the oxidation-reduction potential of the 
ferrous-ferric mixtures will vary accordingly. (9) 
~ .. 
i. 
r~ 
~ $ 
,..;-
.,' 
It' 
... -
42. 
The mean oxidaticn potential (normal) derived by 
approxinw.tion was o.484Ov. The plot of the ferri potential 
agains t thos e of the ferro 'C'otentials showed a simi le.r curve 
to that cf run No.5. 
TABLE NO. 7 
Ratio 
Fe'+'H :Fe tt 
in % 
100.0:0.0 
84.47 :15.53 
73.11 :26.89 
64.46 :35.54 
57.62 :42.38 
52.11 :47.89 
47.54 :52.46 
13.71 :56.29 
40.465:59.535 
37.68 :62.32 
35.23 :64.47 
Observed 
E.M.F. 
E. 
0.58 00 
0.4490 
0.3485 
0.4180 
0.4431 
0.4715 
0.5005 
0.5260 
0.5422 
0.5536 
0.5590 
Absolute 
p.d. of the 
Pt IFe 1-+" 
Fe"'" 
Electrode 
1.1066 
0.9756 
0.8751 
0.9446 
0.9697 
0.9981 
1.0271 
1.0526 
1.0688 
1.0802 
1.0856 
Norna 1 
Oxidati on 
Referred to 
the Nornal 
Calone 1 
Electrod e 
as Zero, Eo 
0.4056 
0.3229 
0.4027 
0.4352 
0.4709 
0.5025 
0.5326 
0.5521 
0.5665 
0.5752 
pH 
5.1 
4.3 
3.7 
3.2 
2.91 
2.70 
2.59 
2.48 
2.40 
2.30 
2.25 


45. 
EXPERHWT NO. 8 
In this run the strength of the buffer was increased 
to 10 milliliters of N. potassium oxalate. This inc re ase in 
the buffer lonered the oxidation potential on un average c£ 
about 0.4v., per reading. This incrp,ased buffer action 
I - casued the cha.nge in charge to fe,ll back to a):proximately even 
.. -
cor;.centrati on before the potential increased. The mean val ue of 
the normal oxidation potential was estimated from the [raph to be 
0.0920v. 
It was again noticed that the curve derived from plott-
ing the pH against the normal oxidation potentials follov.oo ap-
proximately the same outline as the preceeding runs. 
In order to show how a ty?ical experiment was carried 
out, the method used is described in detail at this point. 
The electrcx:l. e was pletinized in the usual fashion. 
The rext step we.s to balance the resistances of the 
.. ' potentiometer age.inst the Weston cell until the galvanometer 
L. 
read zero - then the switch was thrown over to the dry cell. 
The ferric ammonium ci trate w~s added by the calibrated 
burette into a. 250 milliliters beaker, as was the N. potassium 
oxale.te. The burette wes then thoroughly cleaned and filled 
wi th ferrous ammonium sulphate. The LeakeI' c ontaini1'1£: the 
ferric ammonium citrate and N. potassium oxalate was connected 
to the calomel cell and the potentiometer by means of w.agar-
agar bridge. This bridge was mnd e by bend ing a pi ece of 
F ,A 
.... 
46. 
,.. . ct both cnd s and fi lling th e ill bing wi th agar-agar 
which ~e.d been saturated wi th potassium chloride. 
The numbe r' of mi lli liters of furrcus amnonium sul-
rhate that W8.S desired was run in throu[h the burette. The 
key of the potentiometer was then closed and a readinG made. 
As a saturated rotassium chlori~e-c8.lcmel cell was used 0.2';'6 v. 
was ad ded toe ach read ing:. A nipette would the~ remo-ve abcut 
, . 
three milJiliters of the solution end put it jnto tile glass 
r 
8lectrode for a pH reed ::'ng. The solution WaS returned to the 
orip;:inal soluti on after the peJ ree.ding. 
This method with certain Oldssions or acc'Hions related 
in the experiment described was us ed throu[hout the research. 
TABLE NO.8 
" 
Absolute Nornal 
~ ~ Rati 0 Observed p.d. of the Oxidation 
Fe tH ;Fe i-.,. B.M.F. - Ft I Fet-Jf. referred to -- in % E Fe H the I;ormal pH Ele ctrcd e Calomel . ~ Electrode 
as Zero, Eo 
~ < 
,- . 
100.00:0.0 0.3995 0.9261 6.51 
84.47:15.53 0.3766 0.9032 0.3332 6.51 
fl k-
~ 
73.11:26.89 0.2469 0.7735 0.2213 6.30 
~ 64.46:35.54 0.1436 0.6702 0.1283 fi.09 
... h 
57.62:42.38 0.1033 0.6208 0.09[4 5.90 
~" 
I 52.11:47.89 0.1014 0.6280 0.1008 5.68 .... 
~ - 51.12 :48.88 0.0909 0.6175 0.903 
..,-
~ 
47.54:52.46 0.1025 0.£291 0.1045 5.61 
43.71:56.29 0.1131 0.6397 0.1196 5.30 
-., ,. 
47. 
Normal 
oxidati. on 
Absolute Referred to 
Rati 0 Observed p.d. of the tr£ ~TorIll8.1 
'Fe :Fe F.M.F. Pt Fe 
Calomel pH 
• rf7 E Fe E1ectrod e In 10 
F18ctrcde as Zer 0 # E 
0 
40.465:59.535 0.1194 0.6460 0.1293 5.ll 
37.68:62.32 0.1440 0.6706 0.1569 4.79 
35.23:64.77 0.1537 0.6803 0.1699 4.70 
- -


50. 
EXPERI UE~TT NO. 9 
I. 
In this run th'3 oxidation buffer was arain ~.ncreased, 
this time to 2t:, rrilliliters of "~I rotassium oxal".te. The 
oxidation potentia:l fell again, this time but sLightly - the 
average di Pfere1JC e ner rcadinr only varying between 0.08-0.1Cv. 
Tm difference in the mean reading was 0.0760v.(lOc.c. mean = 
C.0920; 25c.c. mean = O.ClEOv.) 
This constant and a more or less steady loss in potential 
may have been due to a loss in the ability of the iron solu-
tion'to hold hydrcgen. This was the theory allvs.nced by the 
two French investisators who stated that: "The rotentinls of 
iron der em en the hydrot';en it can hold." (24) Thus the 
addition of tre potassium oxalate increased the a.lkalinHy and 
thus decreaGed the po;; ential. 
The eu rYe derived f"'0m rlotti110 pIT ae;ainst normal 
oxi da ti on :. otenti 8. Is :1'011 OVtedthe same cut line a s that of tne 
one rlottin[ the percentaf,e of ferric ions arainst the normal 
oxidation potentials. 
. ~. 
- -- ---.---......- l( ----
51. 
TABU~ NO. 9 
Normal 
Oxidation 
A')sc1ute Fot ential 
Ratio Observed r· d • of the Referred to 
Fe",+t :Fef-t E.M.F. 
Pt I FeHr the :Torma1 pH in % 1!: Fe t-r Ca1oIOO 1 
Electrode Electrode 
as Zero, Eo 
100.00:0.00 0.3310 0.8576 8.1 
84.47:15.53 0.2590 0.7856 0.2156 7.8 
73.11:26.89 0.1672 0.6938 0.1416 7.58 
t;-1· .4,6: 35.54 0.0545 0.5811 0.0392 7.-12 
ioo\_ 
57.62:42.38 0.0239 0.5505 0.0160 7.29 
52.11:4'7.89 0.0150 O.0 4 1e 0.0141 7.29 
51.12:48.83 0.0145 0.5411 0.0139 
47.5 11: E2 .4fj 0.0265 0.5531 0.0285 7.10 
43.71:5C.29 0.0292 0.5558 0.0357 7.10 
I 
..- '10.465: 59 .535 0.0350 e.5616 0.0449 6.89 
37.G~;262.32 e.0351 0.5617 0.0480 6.70 
35.23:64.27 0.0381 0.56-17 0.0543 6.58 


54. 
; 
HtG"s of t'uf£'er (!:otesLi1).J"l Q);ylete) s(}lution 'were u:oed vlith 
In Gxpe6n'6nt Ie, 3 milliliters ('i' 0.9642 ''1. cHric 
acid was used. The curve describe3 from plottinr: the ~€r-
csntage of ferric ae:ai nst the oxiu[,tlon ! otentials dose ly 
rl3serrbled the C..lrV6 found in that experiment where only one 
miEiliter of euLer was used in the solution. The only 
cliffersr.'C'e·.v~l3S t}'e:t the roten tis.ls in this exrerilTlcnt were 
c.onsiderabl~ belO\'! ih ose of' the one referred to. The normal 
oxidation mean of this run CC)!l'ru'ced aFFl'oxir18.tely froI:: the 
Erar:h w&.s 0.13;)0 as comr:ared to 0.4840v~ of the run where one 
~d_ Hili ter of buffer was us ed. The curve derived from plott-
." 
:: '.;'£: pE ag;ains t the normal oxicl ati on rotentia 1 does not follew 
[' simi ler ; attern as the curve plotting o:;zj dc,ti on rctential 
~. 
U ap:l.inst Iercentaee cf ferric ions in ,,,::·lutiop. Ins teacl it 
sn.O"iede. "break" towarci tho; alkaBne side e.-' the point where 
acc('rding to the rotential readiq;s"there':;'as a decided change 
in th? oxidation potentials. 
, 
r4 
,... -
t: 
,.. 
,'" 
~ .. 
I i· ... 
. ;. 
I 
Ratio 
Fe tH :Fe H 
in% 
100.00:0.00 
84.47:15.53 
73.11:26.89 
54.16:35.54 
62.95:37.05 
61.54:38.46 
60.14:39.86 
58.87:41.13 
57.62:42.38 
52.11:47.89 
~7.54:52.46 
43.71:56.29 
40.465:59.535 
37.23:(:4.72 
TABLE NO. 10 
E 
0.4210 
0.2907 
0.1260 
0.1164 
0.1160 
0.1160 
0.1184 
0.1211 
0.1220 
0.1315 
0.1433 
0.1600 
0.1824 
0.2366 
Absolute . 
p.G. lof tl'E 
(
Fe ~ ~ I-
Pt Fe + > 
E1€ ctrode 
0.9476 
0.8473 
0.6526 
0.6430 
0.6426 
0.(426 
0.6450 
0.6466 
0.6486 
0.6581 
0.6699 
0.6866 
0.7090 
0.7632 
;,T O:':"R 1 
(}"{i de. ti on 
Potentials 
Referred to 
the ~I orrr.al 
Ca.lcrre 1 
Flectrode 
as Zero, Eo 
0.2473 
0.1004 
0.1011 
0.1055 
0.106G 
0.1095 
0.1116 
0.1151 
0.1309 
0.1453 
0.1665 
0.1923 
0.2420 
55. 
pH 
5.48 
5.40 
5.09 
4.65 
';'.51 
4.90 
4.89 
4.89 
4.70 
4.41 
4.21 
2.68 


58. 
, -
I • 
In this ::--,,In. the !'u'lcunt of acid was i~.c::-,eased to 
10 milliliters af 0.9642 N. citri0 :cid, the ml'ount of 
buffer used beip-f ccnstant. 
It can be seen that in this crarh an almost streiGht 
linewas ferIll':3d by plotting the normal oxidati on ;otent:_aI 
9.ge_:cnst the ;,erccntage of ferric ions present, wr.j Ie plott-
hE the oxida_tion ,otenti8_Is acainst the percentage of ferric 
iens l'resent formeia curve. 
Th3 rrean a-idati on potenti'3_1 inc reHsed as compared 
to the first (lcic run of this oeries. It Lc l'eased from 
O.133Ov. to 0.2295 v •• arc l..'1crease of 0.09E5 v. 
Th3 pH curve acdn described a sir-'Iar one to 
t'r,c one usinr 3 n'illilit·,;1's cf the acid a:lc'woo totally 
C~58 si li Is r ",.,.:: the oxic ati on :ot ential cur-ve. 
I r • 
I 
, -
I 
I 
1-
\ 
~' 
I > 
~-
.. 
L .. 
. . 
Ratio 
Fc++t: Fe1-'" 
in 'f, 
100.00: 0.00 
84.47:15.53 
73.11:26.89 
64.46:35.54 
57.62:42.38 
52.11:47.89 
47.54:52.4e 
43.71:56.29 
40.465:59.535 
37.Se:G2.32 
35.23:[,4.77 
TABLE rro. 11 
01)senred 
F. .M.P. 
E 
0.2219 
0.2050 
0.1973 
0.2003 
0.2114 
0.2244 
0.2360 
0.2,174 
0.2586 
0.2753 
0.2880 
Absolute 
p.o. of tl,e 
r c; I Fe. t+ t 
" :;;.F' tot 
~lcctrcd e 
0.7485 
0.7316 
0.7239 
0.7269 
0.7380 
0.7510 
0.7626 
0.7740 
0.7852 
0.8019 
0.8146 
t;orna 1 
(}..zidati en 
ro:r:=:LJci81s 
nefer,'ec to 
the iJorma 1 
Cal orre 1 
1[18 cr c'<J e 
as Zoro, Eo 
0.1616 
0.1717 
0.1850 
0.2035 
C.2238 
0.2380 
0.2539 
0.2685 
0.2222 
0.3042 
59. 
pH 
4.00 
3.45 
2.25 
3.ll 
2.41 
2.30 
2.25 
2.88 


62. 
In this run 22 milliliters of 0.9642 'T. cic;ric acid 
were uSl?d wi "c:h 10 rdJlilHers of the cl1 f ·fer. A£'ai n thE Il:ean 
thi G +'5'r.G to 0.2790v. Thi;:; ghve us en 5.1'(; n,es'S in ;::otenti 81 
of about 0.0495 v. for tl:e c,;)itional 12 rr:illiliters of [lcic1 • 
'Thus it seemed to irdjcate thnt th" h::':hGr the ecj(~5.ty of 
the solution tended to increa:::el.,he 0Y~':ation roterrtbls. This 
wes ~ndicetecJ in the earlier runs v:hen it V!8Z peinted (ut that 
thG rctenti!'.:.ls of' both ferrous amconium sulphR'te and ferric 
e.mrnonium citrate increased with a fall in pH and decreasGd 'i'J5.th 
a ri 58 in pH. Also the French ::nvesti1!J;.tors rrentioned earlier 
" . 
i 
found that the potentials of' 8.11 iren Goluticn :LncrcaGPG '\I.1th a 
fall in pH Rnd fell with a ri se in pH. (24) Rm~ vel" I other 
investigators "rorking vdthout buffers found that the oxidation 
potenti c Is fell with mCrSaS) nE ccncentrati on of acid I and on 
I > 
plott-,-ng, the value s of the pot entials \'*' 1"0 seen to d ec:rease 
linearly with the nor!rlalit~" of the hydrochloric acid for con-
centration bev."een 1.mT. and 10.0~~. The tot al change involved 
was ccnsiderable. HOMever, it was fcun::l that there was a de-
finito variation of ef':'ect by acid on different c ornpounds. (2) 
Through tho.: findinv fran thi..s work it coulci r'e said thl't when 
, . a buffer':r[1S used with ferric arrmonium citrate, increased acidity, 
increased the oxidation! r:tentials of the cOID;-oUnd. 
The graph of th ecur ve of the norIml oxidati on poten-
tial agai::1s t the pH shmved; racti cally -the sarr,e ty}:'€ of curve 
that the two previous fiCures show. 
----- .~~---
t, 
- - -- - ..... 
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\. TABIE :fifO. 12 . 
~ > 
Normal 
Oxidati on 
Absolute Potent ia1 
Ratio Obse rved p.d. of the Referred to 
Fe :Fe E.-V.F. Fe the Normal pH 
in % E. Pt Fe Calorre 1 !"'J, 
Electrcd e Electrooe 
~ as Zero, Eo 
100.00:0.00 0.5423 1.0689 3.55 
,. 84.47: 15.53 0.4555 0.9821 0.4121 3.55 
'- 81.93:18.07 0.4129 0.9395 0.3742 3.51 
79.53:20.47 0.3252 0.8918 0.2910 3.50 
77.25:22.75 0.2895 0.8157 0.2582 3.49 
; -' - 75.15 :24.85 0.2690 0.7956 0.2417 3.42 
, 73.11:26.89 0.2610 0.7855 0.2351 3.42 I : . 
71.20:28.80 (>.2589 0.7855 0.2351 3.39 
,! 69.39:30.61 0.2589 0.7855 0.2379 3.30 
l ' 
67.69:32.31 0.2589 0.7855 0.239£ 3.30 
66.03:33.97 0.25S1 0.7857 0.2421 3.20 
" 54.46:35.54 0.2602 0.7868 0.2449 3.30 
57.62:42.38 0.2671 0.7S37 0.2592 3.11 
> 
I 
52.11:47.89 0.2756 0.8022 0.2750 2.95 , . 
J> 47.54: 52 .4:6 0.2836 0.8102 0.2856 -3.ce 
5::- ~ 
43.71:56.29 0.2925 0.8191 0.2~90 3.08 
~ . 40.465:59.535 0.3016 0.8282 0.3115 3.00 
I 
j 37.68:62.32 0.3113 0.8379 0.3242 2.95 
..., ~ 
35.23:64.77 0.3210 0.8476 0.3372 2.82 
'~ 
1. 
~> 
I 
.~ 
l 
[ ". 
---------- -----------------

65. 
EXPERIMEI;TS NOS. 13-14-15 ,. 
The next series of runs were made to determine the 
effects of t err TO r8. ture CD v sr:l OUs c cncentrati CES of the "ferrous-
fe'Tic tl electro:1e. 
r • 
The fir st concentration run 718S 84.47% fer1'i: 15.53% 
ferro. The pot e ntials in this run fe 11 thrrup;h out except dur-
} .. 
inc the por ti on wher e the tempe rature of the so luti on was between 
300 and 40 0 when the potenti e.ls ros e slightly. 
The second concentration run vms 73.11;.; ferri: 26.89% 
ferro. The potentie.ls of this solution upon heating 1'039 
abruptly until a temperature of 45° was reached, the potentials 
the reafter r;radua lly fell upon increased ri se in temperature. 
The third and last concentration run was 64.46% fe1'1'i: 
35.54% ferro. The potentials of this solution fell constently 
as heat vvas applied. 
The pH of the three sol uti ons we re :re f D8ctive ly 4.3, 
3.7, and 3.2. As can he seen ei the r from the erarh or fron: 
, ~ 
i 
the chart, tle pot en ti als fell upon !'leating:, and the lower the 
I1H the hif'.'her the j:oten tial. One investigator vr 0!"kirlg with 
unbuffered soluti cns found exactly the opposite upon hea.t5.ng. 
These rren found: (1) en increment in potential wi th incrense in 
I ,. 
tem:t€ ratur 6; (2) inc r err£' nt din::_rli s r~e s Vii th inc rc as;" Lf, acid co n-
centrs.tion: (3) mixtures containing a. much larger proportion of 
ferric than ferrous (cl--tloride) have potentiBls ra.ised by tempera-
tu1'e at all acid conccntrations:(4) in rrb,_tures ccnta.ininr- higp 
proporti ons of ferrous chloride the effect of temrera mre VIBS to 
, .. 
raise potential in low acid concentration and depress at high. (3) 
~, 66. 
t > TABLE NO. 13 ~ 
i:. 
~ Normal 
I 
Oxidati on Abso lute 
Ratio Observed p.d. of the Potenti al 
Fe .. t + :Fe-tt- E.M.F. ptlFe 1"H 
Referred to 
~ , 
in % .I!:. Fe r't" the normal Temp. 
Ele rooe Calorre 1 
Electrode 
as Zero, Eo 
84.47:15.53 0.3940 0.9206 0.3506 22.5° ... 
30.00 84.47: 15.53 0.3010 0.8276 0.2576 
84.47: 15.53 0.:~096 0.8362 0.2662 40.0° 
,. ' 84.47:15.5'3 0.2960 0.8266 0.2526 50.0° .. 
60.0° 84.47 :15.53 0.2735 0.8001 0.2301 
i 
84.47,15.53 0.2735 0.8001 0.2301 70.0° 
84.47:15.53 0.2681 0.7947 0.2247 80.0° 
E ~ 
84.47:15 .53 0.2461 0.7726 0.202 6 90.0° 
.:,l. 
! .. 84.47:1f .53 0.2329 0.7595 0.1895 100.00 
} 
TABLE NO. 14 
I • 73.11:26.89 0.1110 0.6376 0.0854 23.0° 
J. ~ 73.11:26.89 0.2900 0.8166 0.2644 36.0° 
I- 73.11:26.89 0.3130 0.8396 0.2874 45.0° i 
'. , 
I ~ 73.11:26.89 0.3013 0.827.9 0.2757 00 .0° 
,i., - 73.11; 26.89 0.2945 0.8211 0.2689 70.0° 
~ - 73.11:26.89 0.2878 0.8144 0.2622 80.00 
I 73.11:26.89 0.2828 0.8094 0.2572 90.0° 
1 • 
} - 73.11:26.89 0.2773 0.8039 0.2517 100.0° 
I' • ,.. 
I 
~.~ '.' 
,t 
I ... 
~ " 
~ : 67. 
I> TABLE ~JO. 15 
Norna 1 
t - Oxidation 
Absolute Potential 
Ratio Observed p • d • J of' fue Referred to 
Fe+H :Fe+-+ E.M.F. Fe+ H the Normal Temp. 
in % E Pt. Fe f' Calome 1 '';,,. ~ Electrode Electrode 
as Zero" l!; 
0 
64.46:35.54 0.4335 0.9601 0.4182 24.0° 
1-
, . 64.46:35.54 0.4149 0.9415 0.3996 30.00 
, .. 64.46:35.54 0.4100 0.9366 0.3947 40.0° 
J 
50.0° 64.46:35.54 0.4012 0.9278 0.3859 
$ • 64.46:35.54 0.39:56 0.9102 0.3783 60.0° 
~. ~ 64.46:35.54 0.3846 0.9012 0.3693 70.0° 
, 
I' 64.46:35.54 0.3735 0.8991 0.3582 80.0° 
~ ~ 
64.46:35.54 0.3665 0.8921 0.3512 90.0° 
J , . 64.46:35.54 0.3536 0.8802 0.3393 100.0° 
"" ... 
• 
/ 
# ~ 
.... 
I , 
f. 
o.. -
. -
• 

:.. . 
} . 
'. 
... -
EXPERnfi'~1.r S 11(8. 16 &: 17 
These runs were made for qualitative pur:,oses. There 
was no attempt made to standardize the light source used. Tb3 
tYre of light source used wa.s a mercury-vapor one. This lamp 
Company 
is put out by the General Electric land goo sunder tb3 name 
Gene ral Ele ctri c MC. The light sou rcewas derived from tre 
mercury whichvias ionized under pressure ene electricity shot 
through it. 
".-Te notice from a glance at the Graphs that the s olu-
tion containing th e citric acid ste.rted nbreaking ll a bi t before 
the other one. Both s oluti ons containeC: 5 milliliters of 
ferric ajT'monium citrate and 10 milliliters of potassium oxalate. 
The s oluti ens tur ne d a dark brown after tre break in pot ential. 
nme 
0 
5 
30 
40 
45 
50 
55 
60 
65 
TABLE NO. 16 
5 c. c. 's of Fe (NH4) 3 ( C eH5 07 ) 3 
10 c.c. 's of K2C204 
General Electric Arc 
(minutes) E pH 
0.5815 5.5 
0.5260 
0.3922 5.3 
0.3271 5.98 
0.3144 6.1 
0.2899 
0.1919 6.38 
0.0731 6.30 
0.0666 6.12 
69. 
! ~ " 
i~ 
( ~ 
, , 
J 
.~ .... 
Time 
70 
75 
80 
85 
90 
95 
100 
105 
115 
125 
135 
155 
185 
200 
215 
275 
TABLE NO. 16 (con't) 
(minutes E pH 
0.0636 6.25 
0.0586 5.92 
0.0440 5.68 
0.0434 4.68 
0.0575 5.35 
0.0505 6.25 
0.0492 5.96 
0.0491 5.89 
.0.0445 6.10 
0.0365 6.10 
0.0321 4.38 
0.0280 3.34 
0.0150 4.26 
0.0176 5.10 
0.0226 5.52 
0.0144 6.21 
TABLE NO. 17 
5 c.c. 's of Fe (NH4h ( C6E607)3 
10 c.c. IS of K2C204 
10 c.c. I s of C3H4 (OR) (C OOH) 3 I ) 
f 
t-- TiIll9 (m5_nut es) E nH 
0 
10 
20 
30 
40 
~ 
,~--------------------
0.5848 0.90 
0.5490 
0.4210 
0.3270 
0.1346 
70. 
71. 
TABLE NO. 17 (con't) 
I. 
Tine (mi nute s) E pH 
.. 50 0.1110 
60 0.1027 4.00 
r 
~, ... 
70 0.0964 
75 0.0924 
80 0.0904 
~ , 
85 0.0873 
J 90 0.0850 
95 0.0835 
; , 
100 0.0818 
I, 
~ ... 
l 105 0.0786 
1* 115 0.0731 
120 0.0691 
J , . 
l. 130 0.0680 
,1 
# 135 0.0630 
;,. 
160 0.0580 
, 
.... .. 
165 0.0470 
~~ ,. 180 0.0424 
~~ 190 0.0419 3.30 
). " 
195 0.0384 
r • 
I) 210 0.0350 
" 
220 0.0344 
I .. 
230 0.0341 
~ .. 
240 0.0341 ;'; 
! • 250 0.0305 , 
~ 260 0.0305 
), 
270 0.0301 
~ 
I, 
\ 
1 
~ 
" -~--- --~--~-
r: 
rt 
f;. 
~ 
. 
\ ~ . 
J 
~ 
r 
f<' L 
~ 
I· 
~ 
j 
J 
~. ~ 
, 
i ~ .. 
I~ 
.f' 
It' ... 
k~ 
6 
'J/I. 
~, ... 
I 
~jo 
f 
~: 
~ .. 
V 
I" 
I' ;t .. 
~; ... 
l! 
['i 
t; 
f « .. 
;]0 
~!" I 
~ 
~- ~~-
Time (mi:1utes) 
280 
290 
!:)oo_------____ ~ 
72. 
TABLE NO. 17 (c en ' t ) 
E pH 
0.0258 
0.0258 4.9 
) 
i.jl 
I 
r 
'i ... 
t , . 
73. 
It can be seen froD a comparison of experiments G and 
8 that tho oxidation buffer ~1ad a definite effect on the poten-
tials of the potentials of the ferri-ferro electrode. Jithout 
the oxidation buffer, the potentinl steac1iiy as increased amounts 
of' ferrous ions were added, but with the oxidation buffer the fall 
in ~jotential wns arrested at a ~ertain point, dependinG on condi-
tions affectin[ the solution bAinG tested and the potentials 
rose thereafter with increased amounts of the ferrous ions. 
The effect of acid on the buffered ferri-ferro elec-
trade was to increase the potential of' the electrode B.t all 
tines under any :iven conditions. This was directly opposed 
to the findin;;s of investiGators (2) who worked with unbuffered 
solutions. Thus an increase of -C!lC hy::ro[en-ion concentra-
'~ion see:-led to CaUS8 an attack on th,,,; c"Lffer r!?ther than an 
att~ck on th~ ferrous or ferric ions directly. 
Te"1peraturc Gfect on tLis electrode (ferri-ferro) 
.'TaG cno of' cOc1 stent dro; in ~;o·'~enti8.l regp,.rdless of ccncen-
trnti en of :f'errous or ferric ions. The difference in po-
tential of the three solutions tested see,,"Gd to be ':fi'ected 
mOre by the hydroten-ion cCEcent;;~o.tion -thnnt.he rrorortions 
of ferric to ferrous ions. 
The effect of liCht upon the com~~ound in question 
was studied only qualito.tivoly. £!'ron this study it "lras 
noticed that (1) after an initial sharp fall in potential, 
the fall practically 1 evell=d out and with imt one exception 
• 
74. 
the potentia.l never rose after the rays of this la."'TI.p struck the 
solution; (n Jche fall in::: of potentinl (~ontinuod neither as long, 
nor did the :'otential decrea.s(3 as much in -elle solution thn:t contain-
ed the 8.cid. 
Thus it may be concluded fro,,, these studies that~~he 
hydroGen-ion concentration vras of pri::J.ary imnort9.llce in the 
Du'fereJ ferri-ferro electrode. It T:"lay be seen ·t~1to..t "':7ith 
s(:}utions under the Sal:1C ;:iven ccnditions, Jc;he ene Ytith the 
tin.l • 
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